Density functional theory calculations are used as the basis for an analysis of the electrochemical process, where by water is split to form molecular oxygen and hydrogen. We develop a method for obtaining the thermochemistry of the electrochemical water splitting process as a function of the bias directly from the electronic structure calculations. We consider electrodes of Pt (1 1 1) and Au(1 1 1) in detail and then discuss trends for a series of different metals. We show that the difficult step in the water splitting process is the formation of superoxy-type (OOH) species on the surface by the splitting of a water molecule on top an adsorbed oxygen atom. One conclusion is that this is only possible on metal surfaces that are (partly) oxidized. We show that the binding energies of the different intermediates are linearly correlated for a number of metals. In a simple analysis, where the linear relations are assumed to be obeyed exactly, this leads to a universal relationship between the catalytic rate and the oxygen binding energy. Finally, we conclude that for systems obeying these relations, there is a limit to how good a water splitting catalyst an oxidized metal surface can become.
Introduction
Direct splitting of water is an obvious way of producing hydrogen. Water is plentiful and the product hydrogen is pure -no carbon containing products are possible as in hydrogen production processes based on hydrocarbons. The reaction is very endothermic, and the simplest way of providing the energy needed is by running the reaction electrochemically. If the electrical energy is provided in a sustainable manner using, e.g., wind, hydro and solar power, the hydrogen produced is a clean, non-polluting, CO 2 -free energy carrier, which can be used in connection with fuel cells to produce energy for a whole range of applications [1] . Hydrogen production by electrolysis of water is, however, associated with substantial energy losses. Most of the overpotential giving rise to the losses are related to the electrochemical processes at the anode, where O 2 evolution takes place [2] .
In the present paper, we analyse the origin of the overpotential for water splitting based on density functional theory calculations. We concentrate here on establishing an understanding of the thermochemistry of water splitting on Pt and Au surfaces and then discuss trends for a series of different metals. We show that the metal surfaces must be oxidized in order to produce O 2 . We also show that the binding energy of oxygen atoms to the surface is a good descriptor for the reaction, since the binding energies of the different intermediates are found to be closely correlated for a number of metals. Finally, we conclude that for systems obeying these correlations, there is a limit to how good an oxygen evolution catalyst an oxidized metal surface can become. 
The water splitting reaction
The water splitting reaction can be written as
Hydrogen is produced at the cathode and oxygen is evolved on the anode side. We will consider the following reaction mechanism in an acid environment:
The * represents active site on the metal surface. We are not considering reactions involving direct recombination of oxygen atoms to form O 2 , since DFT calculations show that there is a large activation barrier associated with this process on transition and noble metal surfaces [3] . We therefore consider a process where oxygen molecules are formed by an associative mechanism, e.g., oxygen molecules are formed via a HOO* spices.
Hydrogen evolution could happen by direct association, but that will not change the picture [4] . Because hydrogen interacts more weakly with metal surfaces than oxygen, the rate of hydrogen evolution under acidic conditions is much faster than the rate of oxygen evolution, and hence we concentrate in the following on the oxygen evolution process:
In an alkaline electrolyte the reaction could be written as
Notice that the intermediates are the same in both environments. In the following we focus on the acid environment. The analysis could be extended to describe also the alkaline environment quite easily.
Method
All the crucial elementary steps in the oxygen (and hydrogen) evolution process involve electron and proton transfer processes to and from the surface or species adsorbed on the surface. We will concentrate here on the thermochemistry of these processes, that is, we will not discuss the details of the way the protons and electrons are transferred. It means that our discussion of energy barriers for the different elementary steps will be restricted to the barriers that come from differences in the free energies of the intermediates. There may be additional barriers associated with the electron and proton transfer, although recent calculations indicate that for proton transfer to metal surfaces they may be small [5] . In a study of the hydrogen evolution reaction investigating the experimentally obtained exchange current on different metals the same conclusion was reached [4] . Barriers between intermediates from solvent reconstruction may play a role, but this is also not included in the model. It means that when we say in the following that a reaction will be able to proceed at a certain potential, it means that it is thermodynamically allowed, that is, we establish a necessary but not a sufficient criterion for the reaction to proceed. Furthermore we do not consider metal oxides, which are presumably formed on the surface at high potentials [6] . Instead we use metal surfaces with a high coverage of oxygen as a first model to mimic the real metal oxides.
In order to obtain the free energy of the intermediates in the reaction we use the method described in our previous paper, where the oxygen reduction reaction is studied [7] . The oxygen reduction is the opposite reaction to oxygen evolution and many of the intermediate structures are conserved for the two reactions. The method can be summarized as follows:
1. By setting the reference potential to be that of the standard hydrogen electrode, we can relate the chemical potential (the free energy per H) for (H + + e À ) in solution to that of 1/2H 2 in the gas phase. At pH 0 in the electrolyte and 1 bar of H 2 in the gas phase at 298 K the reaction free energy of 1/2H 2 ! H + + e À is zero at an electrode potential of U = 0. At standard conditions, the free energy DG 0 = DG (U = 0, pH 0, p = 1 bar,T) of the reaction *AH ! A + H + + e À , can therefore be calculated as the free energy of the reaction *AH ! A + 1/2 H 2 . 2. DG 0 = DE + DZPE À TDS, is calculated as follows:
The reaction energy DE is calculated using DFT, as discussed below. The difference in zero point energies due to the reaction, DZPE, and the change in entropy DS is calculated using DFT calculations of the vibrational frequencies and standard tables for gas phase molecules [8] . The values of the corrections are shown in Table 2 in the appendix. 3. In order to model the water environment of the electrochemical cell we include the effect DG w of a monolayer of water on the stability of adsorbed O, OH and OOH as discussed below. 4. We include the effect of a bias on all states involving an electron in the electrode, by shifting the energy of this state by DG U = ÀeU, where U is the electrode potential.
5. A simple estimate of effect of the electrical double layer outside the surface can be obtained by calculating the coupling, DG field , between the dipole moment of the adsorbed state and the average electrical field just outside the surface. For O*, OH* and OOH* this gives a small effect as the dipole moments are small, 0.035, 0.05 and 0.06 eÅ , respectively, on Pt(1 1 1) [9] . At a bias of 1 V relative to the point of zero charge, the typical average field is $0.3 V/Å , assuming the width of the double layer to be $3 Å . The effect of the electrical field on the adsorption energy is thus approximately 0.06 eÅ · 0.3 V/Å = 0.018 eV. We therefore neglect this in the following. There could be secondary effects due to a coupling between the field and the water molecules solvating adsorbed species, which is also neglected here. At this point there is clearly room for improvements. 6. At a pH different from 0 we can correct for the free energy of H + -ions by the concentration dependence of the entropy:
The reaction free energy is then calculated as
H 2 O and H 2 in the gas phase are used as references states, since they are well described within DFT. The entropy for gas phase water is calculated at 0.035 bars because this is the equilibrium pressure at room temperature. This means that the free energy of gas phase water at these conditions is equal to the free energy of liquid water. The free energy change of total reaction:
is fixed at the experimentally found value of 2.46 eV per water molecule. This is done in order to avoid calculations of O 2 , since this molecule has a complicated electronic structure, which is not described accurately with DFT.
The reaction energies in the gas phase are calculated using ab initio Density Functional Theory (DFT) GGA-(RPBE) [10] . We apply a plane wave basis set [11, 12] and ultra-soft pseudopotentials to represent the ionic cores [13] . The calculations are performed on repeated slaps. For Pt and Au(1 1 1) surfaces a (3 · 2) three layer slab at the RPBE lattice constant separated by five equivalent layers of vacuum are used and dipole correction is applied. The k-point sampling is a 3 · 4 · 1 Monkhorst-Pack setup. The plane wave cutoff is 340 eV and the electron density is treated on a grid corresponding to a plane wave cutoff at 500 eV. At this setup relative energies are converged within 0.01 eV. Fermi smearing at 0.1 eV and Pulay mixing is used to ensure a fast convergence in the self-consistent electron density. All atomic positions are relaxed until the sum of the absolute forces is less than 0.05 eV/Å .
The interaction with the solvent we model by including 2/3 of a monolayer of water molecules as suggested by Ogasawara et al. [14] . For the oxidized surfaces the water layer is added over the adsorbed species. The hydrogen bonds between adsorbed O and the water molecules are weak, whereas HO* and HOO* are polar and form stronger hydrogen bonds with water, hence these species are stabilized relative to the O* atoms. At low coverage HO* and HOO* are stabilized even further if the water molecules are adsorbed on the surface in plane with the dissociated species, see Fig. 1 . The polar species OH* and OOH* are stabilized by the amount DG w = DG with water À DG 0 $ À0.3 eV by the water molecules on the surface. For the oxidized surfaces the stabilization is a bit smaller because the water layer is on top of the absorbed molecules rather than in plane with them, where the hydrogen bond geometry is better. The stabilization in that case is DG w $ À0.2 eV.
Reaction intermediates including 2OH* [15] instead of O* could also be considered, but since the free energy of the fcc-hollow-site adsorbed O* and two on top adsorbed OH* is essentially the same: (1.58 eV compared to 1.60 eV) this would not change the analysis or the conclusions in the paper.
Platinum at different potentials
The (1 1 1) surface of platinum is often used as a catalyst for the oxygen reduction reaction and therefore this system is a natural stating point for an investigation of the opposite reaction. We first consider oxygen reduction and evolution over a clean Pt(1 1 1) surface. We have previously studied the oxygen reduction in this system [7] . We now extend this analysis to describe the opposite reaction, as well.
In order for either oxygen reduction or oxygen evolution to occur we assume that all elementary reaction steps along the reaction path have to be downhill in terms of free energy. In the absence of any activation barriers this is a reasonable picture, since the prefactor for proton transferring between the electrolyte and the surface is rather small $200 site À1 /s [4] . Again, as discussed above, this is necessary but not sufficient criterion of the reaction to run with a reasonable rate. Using this criterion, oxygen reduction should run at potentials between 0 and 0.78 V, see Fig. 2 . Water splitting, on the other hand, becomes possible at potentials above 2.55 V. This is a substantial overpotential since the equilibrium potential as 1.23 V at room temperature.
For the oxygen reduction reaction the elementary steps forming OH* and H 2 O determine the upper limit of the potential, because O* and OH* are relatively strongly bound to Pt. The potential for the splitting of water is determined by the free energy change in the formation of OOH*. Destabilization of O* relative to OOH* would decrease the potential needed for that reaction step, see Fig. 2 . Looking at the free energy changes at U = 0, the ideal catalyst for both oxygen reduction and water splitting reaction, would be a material on which each of the four steps in the reaction had the same change in free energy. With such a dream catalyst oxygen reduction could run at a potential just below the equilibrium potential and water splitting would be thermodynamically feasible just above this potential. This means that free energies of the intermediates relative to each other, determine the energy lost in the conversion from energy to hydrogen and from hydrogen to energy.
The simple picture illustrated above is, however, not sufficient, since the coverage will change during operation, and this affects the free energy of the different intermediates. The coverage of oxygen on the surface will be determined by the relative rates of oxygen dissociation and oxygen removal as O 2 by further reaction with water. It can be seen in Fig. 2 that for potentials above 0.78 V water dissociation is downhill on the clean surface. This means that the oxygen coverage will build up, and this will continue until the coverage becomes so large that it is more favourable for the water molecule to adsorb on an already adsorbed oxygen atom rather than on a free surface metal atom. This process is one, where water adsorbs dissociatively to form OOH* and a proton in solution and an electron in the electrode.
In the following, we therefore make a detailed analysis of the water splitting reaction at the lowest oxygen coverage where HOO* becomes more stable than O* + HO*. We consider both gold and platinum in order to compare two different metals.
Detailed investigation of platinum and gold
Both platinum and gold bind oxygen too strongly at 1/6th of a monolayer coverage of oxygen, so that the formation of OOH* is not stable compared to O* + OH*. Increasing the coverage in the calculations in steps of 1/6 shows that an oxidized Pt(1 1 1) surface with a coverage of 2/3 of a monolayer of oxygen is needed in order that the formation of HOO* is easier than the formation of O* + HO*. For Au(1 1 1) the surface only need to be mildly oxidized to an oxygen coverage of 1/3 of a monolayer for the same thing to happen. The calculations therefore indicate that if Pt and Au(1 1 1) surfaces are used as anodes in water splitting, and the potential is turned up gradually, water will first split on the surface to make adsorbed oxygen until a critical coverage of 2/3 and 1/3 is reached and then molecular oxygen can start evolving. It is possible that the bulk of the metal also starts oxidizing under these conditions, but we do not include this additional effect here.
The free energy diagrams at the two critical oxygen coverages are depicted in Fig. 3 and the value are shown in Table 1 . From the figure, it can be seen that gold is a little bit better than platinum, i.e., the potential needed for water splitting is smaller. This has to do with the fact that gold works at a lower coverage than platinum, which leaves space at the gold surface for water molecules stabilizing HO* and HOO*.
Comparison with experiment is complicated for several reasons. First of all, the experiments are performed using electrodes with platinum nano-particles, where the effective surface area is unknown or at least not reported. The current per geometric area therefore is impossible to reproduce without adding an effective area per geometric area parameter. Experiments report I/Vcurves for fuel cell/water electrolyzer set ups, where the off set is 1.8-1.9 V for Platinum, which is close to the 1.9 V that we find [16, 17] . Also oxygen evolution reaction experiments on a Pt-electrode, find potentials in the same range [18, 21] .
The calculations indicate that both gold and platinum can only start evolving molecular oxygen at a potential considerably larger than the equilibrium potential. The main reason is that OOH* is too weakly bound to the surface. The point of changing the oxygen coverage is that the other adsorbed species, O* and OH* are destabilized more that OOH is destabilized thus making oxygen evolution easier. It turns out, however, that there is a limit for how close we can come the ideal catalyst where the change in free energy is the same for each step. This is the subject of the next section.
Linear relations
We investigate in this section the two effects, which can affect the relative adsorption energies and thereby the activity of the electrode, namely the effect of changing the electrode material and the effect of the O* coverage.
Our calculations show that there are simple linear relations between the adsorption energies for HO* and O* and for HOO* and O* for different metals at different coverages of atomic oxygen on the surface, Figs. 4 and 5. It is interesting to note, that the same linear relation describes changes in the metal and in the coverage. This means that the effects of electrode material and coverage can be investigated in the same analysis.
Both E HOO* (E O* ) and E HO* (E O* ) have slopes close to 0.5. This is quite natural, since O* is double bonded to the surface, whereas HO* and HOO* are bound with a single bond. This means that differences between the metals are twice as pronounced for oxygen binding compared to the intermediates with only one bond to the surface.
There are deviations from the linear relations, but if we now use them to establish the 0th order description, they show that the oxygen adsorption energy is the only independent descriptor needed to characterize an electrode material. Having the adsorption energies of the intermediates along the water splitting reaction path as functions of this parameter, the activation free energies (neglecting additional barriers due to the proton and electron transfer as discussed above) can be obtained as a function of the bias.
We now concentrate on the negative of the free energy difference, ÀDG(0), for the different elementary Fig. 3 . The free energy diagram for oxidized Pt(h O* = 2/3) (blue line) and oxidized Au(h O* = 1/6) (black line) at zero potential, at the equilibrium potential and at the potential at which all steps are exothermic or thermo neutral. Interactions with water, entropy and zero point energy have been included. The energies are also shown in Table 1 . Table 1 The change in free energy relative to water and H 2 at zero potential, for the clean Pt(1 1 1) surface, and with 2/3 of a monolayer of oxygen and Au (1 1 1 steps at zero bias, which is directly related to the rate, r, as r(U) = exp[À(DG(0) À eU)/kT]. Therefore, ÀDG(0) can be used as a measure of the activity. We can use the ÀDG(0) values to perform a ''Sabbatier Analysis'' of the reaction [19] . This amounts to plotting the maximum rate or, equivalently, the minimum ÀDG(0), for each of the individual elementary steps as a function of the independent variable, DG O* , see Fig. 6 . The lowest rate is always the upper bound to the total rate, hence the blue line in Fig. 6 signifies the maximum rate as a function of the metal and oxygen coverage. The appearance of a maximum (a volcano) bears out the the Sabbatier Principle [19] , which states that the reactants should be bound to the surface, but since they also need to react further they should not be bound to strongly. In this case the formation of OH* and OOH* is the potential determining step at weak and strong oxygen binding, respectively. The top of the volcano is determined by the crossing of these two activation free energies at E O* = 3.25, see Fig. 6 . Such a weak oxygen binding is only obtained at oxidized surfaces. A similar type of volcano has been obtained in experiment on oxygen evolution on oxides [20] . There the descriptor is the formation enthalpy of the higher oxide, just like E O* is the formation enthalpy of the higher coverage in our simulations. Starting with a non-oxidized metal surface the mechanism of water splitting can be explained like this: the applied potential ensures that water is dissociated and forms OH*, by splitting of one proton to the electrolyte and one electron to the electrode. When OH* is formed the next proton is split off without increasing the potential further. Since the barrier for recombination of O 2 is huge the coverage of O* will increase until the formation of new OH* adsorbents is stopped. If the potential is sufficiently high the water molecules will start adsorbing ontop of O*, forming the OOH* species, which forms O Ã 2 . When O 2 leaves the surface there is a site free for formation of OH* again and the reaction runs. This picture shows that the oxidized surfaces will have a constant oxygen coverage and it is exactly the coverage at which the formation of OOH* is possible compared to the alternative HO* + O*. This condition also defines the top of the volcano. with a minimum activation energy at $2.0 eV which correspond to a cell potential of 2.0 V needed for water splitting. The corresponding binding free energy for O* is $3.25 eV. At low coverage all the investigated 1 1 1 metal surfaces bind oxygen stronger than that, however, at high oxygen coverage the O* binding is weakened. How close a given metal is to the top of the volcano is determined by the deviation from the linear relations and how close the discrete binding energies of oxygen at different coverage come to the optimal 3.25 eV.
Conclusion
We have shown that DFT calculations can be used to make an estimate of the free energy of all the intermediates in the electrochemical water splitting reaction at different biases. This gives a detailed picture of the process on Pt and Au surfaces. The difficult step in the reaction is the addition of and OH group to adsorbed O to form adsorbed OOH. Only at high electrode potential is this step downhill in free energy. At lower potentials, water can dissociate to form adsorbed O atoms, and only after the surface has oxidized sufficiently to make this step slower than the formation of adsorbed O, will oxygen evolution start. The process therefore takes place on an oxidized surface. The calculations show that oxygen evolution should start at around 1.8 V for both Pt and Au. For Pt this is in reasonable agreement with experiment [18, 21] .
Extending the analysis to other metals, we have shown that there are simple linear relations between the stability of different intermediates adsorbed on the surface, and for that reason the oxygen adsorption energy is a good descriptor of the ability of a given surface to act as catalyst for oxygen evolution. In a simple analysis where the linear relations are assumed to be obeyed, this leads to a universal relationship between the catalytic rate and the oxygen binding energy. As long as the linear relations hold, the rates can only be increased up to a point. Efforts towards finding new and better electrode materials should therefore be directed towards materials that do not obey these relations. Specifically one needs a material where adsorbed oxygen is destabilized relative to adsorbed OOH. 
